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Corrosion  Rates  of  Zone  Refined  Iron  and  Steel 


In  BC1,  HiSO,  and  NaCl  Aqueous  Solutions. 

ty 

M.E,  Strauroanls,  W.J,  Janes  and  G.E.  Vfelch 
Abstract 

Zone  refined  iron  is  slowly  attacked  by  adds*  Rates  obtained  in 
0.5  N  H*SO,  and  HC1  are  5*6  *  10"*  and  2.3  x  10”*mg  cn“',hr"1  resp.,  at 
25°C  in  the  presence  of  air.  In  hydrogen  the  dissolution  rates  are 
slower.  In  a  3$  JteCl  solution  the  rate  is  about  one  fifth  of  that  in 
0*5  N  HC1.  The  order  of  reaction  starting  with  I  N  H2S0,  is  above  2, 
indicating  that  the  rate  is  unduly  slowed  down  at  low  concentrations  of 
the  aoid  and  that  the  resistance  to  corrosion  decreases  with  increasing 
concentration  of  the  acid. 

The  dissolution  rates  of  two  steels  containing  among  other  impuri¬ 
ties  0.44  and  0.85^  C  respectively,  were  determined  in  various 
concentrations  (up  to  7  N)  of  HtS0«  and  HC1  as  a  function  of  temperature 
(between  15  and  25°C).  It  was  found  that  the  reaction  order  in  HaSO» 
is  dose  to  1  and  that  in  HC1  is  above  2;  the  reaction  rate  constants 
were  high  in  HaS0*  in  comparison  with  those  in  HClf  the  temperature 
coefficients  of  the  reaction  rates  were  close  to  2  and  the  activation 
energies  between  12  arid  16  koal/mole.  This  suggests  that  the  dissolu¬ 
tion  rates  are  eleotrooheadoally  controlled.  The  higher  rate  in  H,SO. 
(than  in  HC1  of  the  same  concentration)  can  be  explained  by  the  faster 
disintegration  of  the  steel  (and  also  of  pure  Pe)  in  HaS0«.  The  rate 
of  dissolution  inoreases  with  increasing  amounts  of  C  if  its 
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oonoent ration  Is  sat  11,  but  this  relation  may  reverse  at  higher  than 
0.4^  fcarbon  in  iron* 


I,  Zone  Refined  Iron 
Introduotlon 

Although  there  is  extensive  literature  concerning  the  rates  of 

corrosion  of  various  kinds  of  iron,  iron  alloys  and  steels* ^  in  various 

liquids  and  aqueous  solutions,  very  little  is  known  about  the  attack 

2) 

of  high  purity  iron  by  the  same  agents. 

The  objective  of  the  present  investigation  is,  therefore,  to  nar¬ 
row  this  gap  by  supplying  data  on  rates  of  dissolution  of  zone  refined 
iron  in  HC1,  H,SO,  end  NaCl  aqueous  solutions  in  the  presenoe  of  air 
and  in  a  hydrogen  atmosphere  (for  H,SO, ), 

Materials 

The  high  purity  ’tone  refined  iron  was  obtained  from  the  Bette  lie 
Memorial  Institute  in  the  form  of  a  rod  32  mm  in  diameter  and  15  cm 
in  length,  weighing  about  615  K* 

This  sample  was  prepared  from  a  special  electrolytic  iron  which 
was  induction  melted  in  vacuum  to  partially  remove  the  dissolved  gases. 
It  was  then  further  refined  by  passing  a  molten  sons  through  the  bar. 
The  operation  of  "floating  zone -melting  "  was  oarried  out  in  ultra, 
pure  hydrogen.  The  analyses  of  the  bar  and  of  the  special  electrolytic 
iron  were  oarried  out  by  the  Battalia  Memorial  Institute^. 
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Table  1 


Non  metallic  impurities  of  the  sone-refined  Fe-bar  in  parte  per  million 

(■0.0001#  by  weight) 


Oxygen 

Carbon 

Nitrogen 


1*7  hydrogen  0.2 

9*4  Sulfur  5*3 

0.2 


The  concentration  of  the  other  elements  present  in  the  eleotrolytic 
iron  ie  given  in  Table  2. 

Table  2 


Metallic  impurity  content  in  parts  per  million  detected  in  the  eleotro¬ 
lytic  Fe,  vacuuminduction  melted 


A1 

-  15 

Cr 

-  5 

Mn 

0.5 

Be 

-  <0.2 

Co 

-  5 

Ni 

-  20 

Cd 

-  5 

Co 

-  7 

P 

-  9 

Ca 

-  <10 

Mg 

-  >5 

Si 

-  10 

After  cone  refining  of  the  bar  the  concentration  of  the  impurties  as 
given  in  Table  2  did  not  ohange  detectably. 

All  other  chemicals  used  were  of  reagent  grade. 


Procedure 

The  high  purity  iron  was  attacked  so  slowly  by  strong  acids  that  it 
was  difficult  to  follow  the  rate  of  dissolution  by  the  hydrogen  volume 
evolved1* \  The.  weight  loss  method  was,  therefore,  chosen. 

Disks  of  about  3  *»  thick  were  out  from  the  rod,  and  from  these 
rectangular  plates  were  prepared  of  approximately  10  x  20  am.  A  small 
hole  was  drilled  near  one  end  of  each  plate  in  order  to  suspend  them 
into  the  corrosive  liquid.  AH  the  surfaoes  of  the  samples  were  smoothed 
with  emery  paper,  measured  with  a  oaliper  and  weighed  on  an  analytical 
balanoe. 
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The  simple  experimental  arrangement  is  show  in  Pig.  1.  A  are  the 
samples  on  glass  hangers,  B  is  a  500  ml  vessel  closed  with  a  tight 
rubber  stopper,  C  is  a  glass  tubing  fitted  with  a  stopcock  to  purge  the 
reaction  vessel  with  an  inert  gae  and  D  is  a  glass  cross  am  to  a  water 
seal  to  take  ears  of  the  increase  of  the  gas  volume  in  B. 

The  influence  of  the  oxygen  of  the  air  on  the  rates  of  dissolution 
was  checked  tgr  replacing  the  air  in  B  with  hydrogen.  A  volume  of  150 
ml  of  the  desired  electrolyte  of  known  concentration  was  introduced  into 
the  vessel  containing  the  samples  suspended  from  glass  hangers.  For 
experiments  in  HaS04  the  vessel  was  flushed  VLth  H,  and  carefully  sealed. 
The  time  and  the  temperature,  (25  t  2«C),were  recorded. 

At  the  end  of  approximately  24  hours  the  samples  were  removed, 
rinsed  in  distilled  water,  and  then  in  acetone,  dried  under  vacuum,  and 
weighed.  Then  the  samples  were  replaced  into  the  solutions,  and  the 
time  recorded  again.  From  the  weight  lose  w  the  velocity  V  of  the 
reaction  was  calculated: 

V  *  w/A/\t 

where  at  is  the  time  increment  (in  hours)  and  A  -  the  surface  area  of 
the  corroding  sample  in  cm*.  The  corrosion  rate  expressed  in  ■ 
mg  om"*hr”x.  Only  rates  over  a  period  of  0  to  150  hr  were  recorded.  No 
corrections  were  made  for  the  decrease  in  acid  concentration  nor  for 
ohanges  in  the  aotual  surface  area  of  the  samples  with  time.  Duplicate 
samples  were  prepared  to  minimize  the  experimental  error.  The  acid  i*s 


not  stirred. 
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Re  suits 


Sulfuric  aoid.  The  dissolution  of  7e  ms  carried  out  at  4  different 
aoid  concentrations  at  room  temperature  in  the  presence  of  air*  As 
seen  from  Fig*  2,  the  rate  increases  sharply  with  aoid  concentration^. 

The  order  n  of  the  reaction  ms  determined  from  the  log  log  plot 
of  the  rate  V  versus  concentration  N  of  the  acid*  As  can  be  seen  from 
Fig*  3,  the  order  of  the  reaction*  starting  with  the  1  N  concentration* 
is  about  2*53  in  stagnant  HaSO** 

It  ms  confirmed  that  the  rate  of  dissolution  of  Fe  in  oxygen  con¬ 
taining  HsSO«  is  faster  than  that  in  a  hydrogen  saturated  acid*  The 
average  rates  obtained  are  sumnariaed  in  Table  3* 

The  rates  in  separate  experiments  differed  greatly  as  the  high 
purity  Fe  samples  were  attacked  non-unifonnly*  Deep  pits  were  present 
on  the  plates  after  the  dissolution  experimental  however*  they  were 
arranged  in  rows  corresponding  to  the  crystallographic  orientation  of 
the  grains*  Some  of  the  crystallographic  planes*  probably  the  (111)* 
exhibited  only  a  few  etch  pits  and  the  planes  were  smooth  and  nearly 
parallel  to  the  surfaoe*  Fig*  4  shows  portions  of  2  grains*  The  upper 
one  is  less  strongly  attacked*  The  black  grain  is  corroded  and  is  lower 
in  height*  only  the  nearly  parallel  ridges  are  close  to  the  surface  of 
the  upper  oryetallite*  There  were  also  crystallites  in  the  same  sample 
which  were  very  smooth  (Fig.  5)«  Thus*  depending  upon  the  orientation 
of  the  crystallites  in  the  samples*  the  rate  of  corrosion  should  differ 
considerably* 

Hydrochloric  add.  It  ms  even  more  difficult  to  obtain  reasonably 


reproductible  rates  in  BC1*  However*  as  oan  be  seen  from  Table  3*  they 


w«.  3 

logV  varaua  lofM  tor 
dissolving  in  K>t04  in 


Fig.  4 

High  purity  Fe  surface 
after  corrosion  in  1  N  H^SO^ 
for  about  l80  hours  I45x 


Fig.  5 

Another  grain  of  the  sane 
sample  (Fig.  4)  shows  a 
much  leaser  attach.  l4f>x 
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•re  all  signifioantly  loner  In  (oxygen  containing)  HC1  than  in  H»SO,. 

Aa  to  the  effect  of  increasing  the  concentration  of  HC1,  it  seems  that 
at  loner  concentrations  (0.5  to  2N)  the  rate  even  decreases  slightly  and 
then  increases  strongly  nith  concentration.  Because  of  all  the  irregu¬ 
lar  rate  fluctuations,  the  measurements  in  HC1  were  discontinued.  The 
surface  of  the  samples  exhibited,  after  the  experiments,  a  pronounced 
preferred  orientation  of  attack. 

Sodium  chloride  solution.  Table  3  also  lists  the  corrosion  rate  of  high 
purity  iron  in  an  aqueous  Jfo  NaCl  solution.  The  rate  turned  out  to  be 
about  one  fifth  as  fast  as  the  rates  in  0.5  N  acid  solutions. 

In  the  NaCl  solution  a  brown  film  formed  on  the  iron  surface.  This 
film  fell  periodically  from  the  surface  to  the  bottom  of  the  reactor 
vessel. 

Discussion  and  Conclusions 

The  results  of  the  present  investigation  are  all  listed  in  Table  3. 


Table  3 

Corrosion  or  dissolution  rates*  of  high  purity  tone  refined  iron  in 
NaCl,  H,S0,  and  BC1  solutions  at  25  -  2°C. 


Concept. 

3* 

0,5  N 

1.0  N 

2.0  N 

4.0  N 

5.0  N 

7.4x10  * 

— — 

— — 

— 

— 

—— 

H,S0,  open 
to  air 

i 

5.6x10*’* 

9.6x10”* 

43.9x10”* 

321x10”* 

H,S0, 

hydrogen 

saturated 

4.6x10"* 

_ 

mmmmm 

HC1  open 
to  air 

— 

2.3x10”* 

2.1x10"* 

2,0x10“* 

— 

333x10"* 

•These  are 

rates  over 

a  period 

of  150  hra 

in  test. 

e 

e 
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A  comparison  of  these  results  with  a  previous  investigation  node 
with  carbonyl  iron  (obtained  by  thenaal  decomposition  of  Fe -carbonyl), 
reveals  the  rates  to  be  higher  than  those  previously  obtained2  \  For 
instance,  the  final  rates  obtained  for  carbonyl  iron  in  6  and  10 
N  HfSO*  were  3.0  and  3*59  mg  cra^hr"1  respectively,  as  compared  with 
3 .2  (Table  3)  in  the  4  N  aoid.  *In  highly  concentrated  HC1  (10  to  11.45N) 
the  final  rates  for  oarbonyl  iron  fluotuated  between  2.0  to  2*5  while 
for  tone  refined  iron  they  were  3*3  »g  cm^hr"1  in  a  5  N  HC1*  to  part, 
the  lower  rates  obtained  with  carbonyl  Fe  may  be  explained  by  its  smaller 
C  oontent:  7-2  p.p.mj  (see  table  1). 

These  results  seem  to  indicate  that  the  carbon  oontent  at  very  low 
concentrations  is  still  responsible  for  the  increased  rate  of  corrosion 
of  very  pure*iron•^,  # 

to  both  investigations  it  was  found  that  the  rate  of  corrosion  in 
H,SO,  is  faster  than  in  HC1  of  the  same  normality  (see  Table  3), 
although  the  hydrogen  ion  concentration  is  larger  in  the  latter.  The 
reasons  for  this  behavior  could  not  be  determined  with  the  high  purity 
material  because  of  its  very  slow  reaotion  with  acids  and  the  strong 
fluctuations  in  rates.  Therefore,  a  less  pure  Fe  was  chosen  in  order 
to  determine  the  activation  energies  of  dissolution,  the  reaotion  rate 
constants,  the  reaction  order,  the  average  temperature  coefficients  and 
the  possibility  of  disintegration  of  the  metal,  sinoe  it  seemed  reason¬ 
able  that  the  knowledge  of  these  qualities  would  contribute  to  explana¬ 
tion  of  the  higher  corrosive  aotivity  of  Fe  in  H,S0,» 


e 


n.  Carbon  Steel 


Introduction 

The  activation  energies  obtained  for  the  dissolution  reaction  of 
carbon  steels  in  aoids  ranged  from  4*5  to  32*9  Kcal/mole*  depending 
upon  conditions  of  dissolution*  Abramson  and  King^  found  activation 
energies  of  4*5  to  5*1  Kcal/mole  at  stirring  speeds  of  2000-8000  rpm 
for  iron  dissaving  in  HC1  in  presence  of  sufficient  amounts  of  a  depol¬ 
arizer.  At  higher  stirring  speeds  (above  10,000  rpm)  and  lower  acid 
concentrations  they  calculated  activation  energies  between  12.2  and  14.4 
Kcal/mole.  Akulov  and  Khimohenko^  obtained  activation  energies  which 
varied  from  30,9  to  32,9  Kcal/mole. 

Therefore,  it  was  of  interest  to  know  the  activation  energies  of 
two  steel  samples  containing  various  concentrations  of  impurities, 

dissolving  at  a  slow  stirring  speed  in  aqueous  solutions  of  HaS0,  and 

e 

HC1. 

The  activation  energies  were  calculated  from  the  Arrhenius  equation, 
which  in  turn,  requests  the  knowledge  of  the  reaction  constants  k  at 
various  temperatures.  These  values  were  obtained  from 

k  «  cn/V  (1) 

where  n  represents  the  reaction  order,  c  -  the  concentration  of  the 
acid  (in  N)  and  V  -  the  velocity  (or  rate)  of  the  dissolution  reaction 
expressed  in  mm3  of  hydrogen  per  min  and  each  cm*  of  the  surface  area 
A  of  the  dissolving  steel.  The  reaotion  rates  were  determined  from 

V«*vtetA  (2) 

where  & v  is  the  amount  of  Hs  (in  job3)  developed  during  the  time  /t(ndn). 
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Sinoe  the  dlesolution  reaction  has  the  stoichiometry  ' 

Pe  2H+— >  Fe*+  +  H,  (3) 

and  the  rate  of  increase  of  Ha  oorreeponda  to  the  rate  loea  of  Fe;  the 
velocity  of  reaotion  V  oan  easily  be  converted  from  no3cm"Amin"1  into 
agom"*min“1,  simply  by  multiplying  the  number  of  am*  by  2.4916  x  10"*. 

The  hydrogen  volume,  in  all  oases,  was  reduced  to  standard  conditions  (STP).  # 

• 

Materials  and  the  Dissolution  Apparatus 
The  steel  samples  were  prepared  by  the  U.S.  Steel  Corporation, 

E.C.  Bain  Laboratory  for  Fundamental  Research,  Monroeville,  Pennsylvania. 

From  the  five  kinds  of  steel  samples  (about  one  foot  long,  one  inch  wide, 
hot  rolled  to  a  thickness  of  l/8  inch)  two  were  chosen  containing  all  • 
impurities  of  the  same  order  of  magnitude,  except  for  C,  which  differed 
by  a  factor  of  about  two.  The  analyses  supplied  with  the  steel  samples 
Ho  l«and  4  (OSS  1045  and  1085)  are  given  in  Table  4.  The  difference  in 
C  oontent  would  afso  reveal  the 

•  Table  4 

Analyses  (in  #  by  weight)  of  the  2  steel  samples  (balancers). 


Admixture 

Samples  No.  1 

No.  4 

C 

0.44 

0.85 

Ifa 

0.86 

0.70 

P 

0.027 

0,023 

S 

0.035 

0.030 

Si 

0.20 

0.25 

influence  of  this  element  (present  in  considerable  amounts)  on  the  dis¬ 
solution  rate  of  this  steel. 

The  aoids  used  were  of  reagent  grade  and  conformed  to  ACS  speci¬ 


fications. 


The  dissolution  of  Fe  and  steel  in  nonoxidising  adds  prooeeds 
according  to  reaction  (3)  and  the  rate  can  be  followed  by  ooUeoting 
the  hydrogen  volune  evolved*  The  equipment  used  for  the  deterd nation 
of  dissolution  rates  was  similar  to  that  described  previously10^.  The 

reaction  flask  (for  the  adds)  had  a  oapaoity  of  500  ml.  A  polyvinyl 

e 

chloride  foot  was  attaohed  to  the  mercury  seal  stirring  meohadam  to 

e 

hold  the  steel  sample.  The  entire  assembly  was  immersed  in  a  water 
bath,  the  temperature  of  which  could  be  controlled  within  -  0.1 °C.  The 
hydrogen  was  collected  over  distilled  water  in  a  100  ml  gas  buret te*by 
means  of  a  leveling  bulb. 

The  samples  ware  prepared  by  cutting  the  steel  strips  into  squares 
of  1  cm*  area  exposed  to  the  add.  All  the  other  sides  were  insulated. 
To  prevent  extensive  edge  attack  by  the  acids  the  sides  (except  1  cm*) 
were  covered  with  epoxy  cement.  After  hardening  of  the  cement  the 
samples  were  mounted  in  lucite.  The  excess  lucite  was  trimmed  and  the 
exposed  metal  surface  ground  with  3/0  grit  metallographic  paper.  Then 
the  samples  were  attached  to  the  foot  of  the  stirrer,  which  in  all 
experiments  had  a  rate  of  about  200  r.p.m.  In  order  to  prevent  the 
oxidation  of  Fe*+  to  Fe3+  by  the  oxygen  in  the  flask,  the  air  »«s  re¬ 
placed  by  Ha  prior  to  the  experiment.  Eaoh  of  the  dissolution  rate 
measurements  were  performed  at  least  twioe  in  order  to  minimise  the 
experimental  error.  #  ® 

Results 

Plots  of  the  volume  of  Hs  reduced  to  STP,  against  time  were  pre¬ 
pared.  These  plots  turned  out  to  be  mostly  linear,  indicating  that 
there  is  wily  a  short  induction  period  in  the  dissolution  reaction. 
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Therefore,  there  ms  no  need  to  continue  the  dissolution  experiments 
for  longer  periods  of  time,  since  »  duration  of  1  to  2  hours  was  suffi¬ 
cient*  An  example  of  the  accumulation  rate  of  H,  is  given  in  Pig*  6* 
All  other  experiments  gave  plots  more  or  less  similar  to  Pig*  6* 

The  rate  of  dissolution  was  then  simply  calculated  from  the  inclination 

e 

of  the  straight  part  of  the  curve*  Ae  the  dissolution  has  to  start 
with  a  zero  rate,  the  time  up  to  the  straight  line  represents  the  dura¬ 
tion  of  the  induction  period  (about  10  min  in  Fig*  6)* 

After  the  dissolution  experiments  the  surface  of  the  steel  samples 
was  not  evenly  attacked  but  pitted*  No  corrections  could  be  made  for 
the  increase  of  the  aotual  reaotion  surface*  The  change  in  concentra¬ 
tion  of  the  acids,  as  the  reactions  proceeded,  mb  small  and  was 
disregarded* 

Sulfuric  add*  The  dissolution  rates  of  samples  1  and  4  turned  out  to 
be  proportional,  within  the  limits  of  experimental  errors,  to  the 
concentration  of  the  acid  even  at  various  temperatures  used 
(15f  25,  35,  45,  and  55° C)*  A  plot  is  given  in  Fig*  7* 

In  Table  5  all  the  dissolution  rates  obtained  with  the  two  samples 
are  summarized  and  the  rates  can  be  compared. 


a 


a 
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Table  5 

Dissolution  rates  of  samples  1  and  4  in  H,SO,i  200  r.p.m. 
Composition  of  the  samgles  see  Table  4. 

Rates  in  mm*em  'min"1 


v  Taspa  °c  15 

N\$ample  1  4 

25 

1 

4 

35 

1 

4 

4 5 

1 

4 

55 

1 

4 

0.5  ] 

m 

m 

as 

m 

m 

m 

70.2 

. 

1.0 

m 

• 

m 

m 

59.8 

m 

122.0 

59.7 

1.5 

m 

_ 

_ 

• 

m 

133.0 

65.5 

2.0 

m 

. 

m 

. 

54.3 

• 

m 

122.5 

203.0 

108.6 

2.5 

m 

• 

m 

m 

am 

me 

- 

- 

- 

- 

3.0 

17.3 

11.9 

39.5  . 

21.0 

63.3 

30.7 

157.0 

73.6 

m 

- 

4.0 

a  25.5 

13.8 

57.0  * 

25.1 

108.2 

46.3 

228.0 

98.9 

- 

- 

5.° 

34.0 

21.8 

76.0 

34.O 

119.7 

50.9 

110.9 

- 

me 

6.0  . 

43.2 

22.4 

96.0 

43.0 

67.8 

134.4 

m 

- 

e 


By  multiplying  th^se  rates  with  2.4916x10“*,  rates  in  mgom”1min“1  are  '• 
obtained. 

Contrary  to  expectations  the  increased  amount  of  C  (sample  4)  caused 
not  an  increase,  but  a  decrease  in  rate.  * 

To  obtain  the  reaction  order,  the  log  of  rate  was  plotted  versus 
the  log  of  concentration  (Fig.  6).  From  the  inclination  of  the  straight 

line  the  order  n  (eq.  1)  was  calculated.  A  reaction  order  of  0.97-0*20 

e 

was  obtained  for  sample  1,  and  1.02to.05  for  sample  4.  It  seemed  advan¬ 
tage  oua  to  plot  the  log  V  not  against  log  N  (equat.  1)  but  against  the 
experimentally  determined  pH.  The  n  from  thij  plot  0.98  -  0.2  compares 
favorably  with  0.97  -  0.2  cAloulated  from  the  plot  against  normality 

e 

(see  Table  7.) 

e 

The  reaotion  rate  constants  k  (eq.  1)  were  calculated  knowing  the 

order  n  and  are  listed  in  Table  8*^ 

a  • 

The  temperature  ooeffioients  for  both  samples  using  4  temperature 


intervals  of  10°  are  summarised  in  Table  9* 


ML  Hydrogen  Evolved  (corrected  to  STP) 
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Finally  tha  activation  energy  was  calculated  from  the  Arrhenius 
equation  of  the  form 

In  k  =  In  A  +  (-E */RT)  (4) 

where  k  is  the  reaction  constant  (eq.  1,  Table  8),  A  -  a  frequency 
factor,  E*  -  the  activation  energy  (ity  Koal/nole),  R  -  the  gas  constant 
(oal/mole  deg)  and  T  the  absolute  temperature  (°K).  If  now  Ink  is 
plotted  versus  l/T,  assuming  that  A  is  a  constant,  a  straight  line,  the 
slope  of  which  is  -£*/R  should  be  obtained#  Fig#  9  shows  how  well  the  • 
straight  lines  pass  through  the  experimental  points.  13#4  and  12.7 
Kcal/mole  were  obtained  for  samples  1  and  4  respectively# 

Hydrochloric  add#  The  rates  of  dissolution  of  samples  1  and  4  in  this 
acid  were  lower  and  were  subjected  to  greater  fluctuations  than  in 
HaSO,#  The  rate-concentration  curves  were  not  linear  throughout#  How¬ 
ever,  an  approximate  straight  line  could  be  drawn  through  the  experi¬ 
mental  points#  These  curves  were  used  to  obtain  the  reaction  order, 
rate  constants,  temperature  coefficients  and  finally  the  activation 
energies.  In  table  6  the  rates  of  the  dissolution  reaction  (3)  in  HC1 
are  listed#  Again,  the  rate  of  dissolution  of  the  sample  4,  richer  in 
carbon,  is  lower# 

e 


e 


I 
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1/T°K  x  103 


9 

L09X  varaua  1/T*K  for  tha  saa^laa  l(circlaa )  and  k 
(full  drclaa)  disaolvln?  in  H#804  and  HC1. 


i 


m 


m 


j 

I 


Table  6 


Dissolution  reaction  rates  of  sample®  1  and  4  in  HClj  200  r.p.m. 
Composition  of  ths  samples  see  Table  4. 


\  Temp*®C 
HNSample 

O 

m 

CM 

rl 

4 

35* 

1  4 

•  45 

1 

D 

4 

55 

1 

0 

4 

1.0 

m 

- 

• 

- 

'"55'.  3' 

m 

"W 

a 

2.0 

- 

- 

27.3 

- 

34.6 

17.6 

96.1 

. 

2.5 

- 

aw 

• 

_ 

at 

121.5 

18.0 

3.0 

15.3 

-  • 

45.9 

25,0 

67.9 

31.9 

205.0 

44.3 

3.5 

- 

- 

- 

_ 

• 

m 

65.7 

4.0 

19.6 

18.8 

84.3 

32.8 

142*9 

61.9 

m 

98.1 

5.0 

36.9 

34.8 

137.0 

62.1 

129.7 

m 

m 

6.0 

68.6 

52.4 

m 

116.1 

m 

7.0 

- 

77.2 

. 

• 

m 

m 

m 

m 

fy  multiplying  these  rates  with  2.49l6xl0“3  rates  in  mg  cm"*min"1  are 
obtained* 

The  reaction  order  ms  determined  and  the  data  obtained  for  both 


acids  are  summarized  in  Table  7*  From  this  table  the  fact  follows 
*  Table  7 


Reaction  order  n  (equat.  1)  for  samples  1  and  4 
dissolving  in  HCl  and  H,S0. 

Reaction  Order  n 


Acid 

ZL 

h2so. 

Sample  1  *  4 

HCl 

1  4 

15 

0.99 

0.99 

m 

aw 

25 

1.15 

1.04 

2.67 

2.63 

35 

1.08 

1.07 

2.00 

3.02 

45 

e  0.85 

0.99 

1.88 

2.72 

55 

0.76 

0.99 

2.03 

2.71 

Average 

0.97*0.2 

1.02±0.05 

e  2.15-0.5 

2.77*0.3. 

that  the  reaction  order  in  HCl  is  above  2,  while  the  reaction  in  H,S0, 
is  first  order* 

The  reaction  rate  oonstants  obtained  in  both  adds  are  given  in 


Table  8*  In  both  acids  a  lower  rate  constant  is  obtained  with  the 
sample  4,  having  a  higher  C -content#  Coopering  Tables  7  and  8  it 
appears 

Table  8 

Reaction  rate  constants  k  (equat.  l) 
at  different  temperatures  for  samples  1  and  4  in  H*S0,  and  HC1. 


Acid 
Sample 
Temp.  °C 

H2S04 

1  4 

HC1 

1  4 

15 

6.59 

3.79 

25 

16.5 

6.55 

1,24 

0.38 

35  • 

25.9 

10.6 

.4.22 

0.85 

45 

59.2 

22.9 

7.43 

1.73 

55 

113.0 

52.3 

20.3 

2.23 

that  a  high  rate  constant  goes  with  a  low  reaction  order  (in  H*S04)  and 


vice  versa  (in  HC1). 


The  following  relation  ics  used  for  the  calculation  of  the  tempera¬ 
ture  coefficient  per  10 °C: 

Temp,  ooeff.  per  10°C  =  +  1Q0j  /Vt  (5) 

According  to  Abramson  and  King  such  a  temperature  coefficient,  if  less 
than  1*5,  indicates  that  the  reaction  is  diffusion  controlled,  but  if 
between  2.0  and  2.2,  the  reaction  is  electrochemically  controlled.  The 
temperature  coefficients  obtained  are  listed  in  Table  9*  Each  of  the 
coefficients  is  larger  than  1.5 
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Table  9 


Temper* ture  coefficients  of  reaetion  (3)  in  HtSO.  and  HC1 
Average  temperature  ooeffioients  (of  4  concentrations) 


Acid 

_ H.SO*  . 

HC1 

Sample- 
Temp.  °C 

1 

4 

1 

4 

15^25 

2.25 

1.74 

_ 

... 

25-35 

1.69 

1.62 

3.68 

1.91 

35-45 

2.28 

2.24 

1.48 

1.75 

45-55 

1.85 

— » 

2.48 

1.48 

Average 

2.02 

1.8? 

2.55 

1.71 

and  tbs  average  of  all  is  above  2*0*  So  it  appears  that  electro-  • 
chemical  control  is  predominant. 

The  activation  energy  E*  was  calculated  from  Eq.  (4),  and  the  log 
k  versus  l/T°K  slopes  (Fig.  9)s  16.5  and  11.7  Koal  was  obtained  in  HC1 

for  the  samples  1  and  4  respectively.  These  values  as  well  as  those  in 
HtSO,  (13.4  and  12.7  Real)  suggest  that  the  slow  step  is  electrochem- 

Q\ 

ioally  controlled". 

Disintegration  of  the  Fe-Samples  # 

Zone  refined  Fe.  So  far,  the  results  did  not  explain  why  samples  of 
iron  dissolved  faster  in  H*S04  than  in  HC1.  The  suspicion  arose  that 
metallic  disintegration  might  have  prooeeded  at  a  faster  rate  in  H2S04 
than  in  HC1.  Disintegration  of  metals  was  observed  previously  during 
anodic  and  self  dissolution.^’ 

Therefore,  tone  refined  iron  was  introduced,  as  an  anode  into 
solutions  of  H*S0.  and  BC1.  At  current  densities  up  to  1  aatpf  cm*  in 
less  than  1  N  H,SO.  the  solutions  remained  dear.  However,  when  the 
current  density  in  1  N  H,SO.  was  increased  to  2.4  and  more  (amp/ cm*), 
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a  black  dispersion  in  the  fora  ef  very  fine  particles  was  observed  at 
the  anodic  surface*  Unfortunately  the  dispersion  (by  dissolution  in 
the  add)  disappeared  before  it  oould  be  washed  free  of  add*  It  is 
very  probable  that  the  dark  dispersion  consisted  of  netallio  Pe 
particles  Large  black  particles  were  also  observed  in  the  solution) 
which  quickly  dissolved* 

In  HC1  a  fluffy  brown  precipitate  was  observed  to  fall  fron  the 

anode*  However,  there  was  no  microscopic  evidence  for  the  presence  of 
metallic  particles  in  this  substanoe* 

Disintegration  of  sample  1*  A  black  deposit  was  noticed  to  have 
formed  on  the  surface  of  the  steel  samples  in  both  HaSO*  and  HC1  acids 
after  a  short  period  of  exposure*  This  deposit  formed  more  readily  in 
HjSO,  than  in  HC1*  After  a  period  of  about  one  hour  the  HaSO*  itself 
started  to  discolor  and  then  the  solution  became  dull  gray*  In  HC1,  even 
after  6  hours,  the  solution  remained  clear* 

It  was  suspected  that  the  discoloration  of  HaSO*  arose  from  the 
carbon  of  the  metal  (see  Table  4)*  To  collect  larger  amounts  of  the 
dispersion,  (which  slowly  settled)  2  x  3  om  pieces  of  sample  1  were 
placed  in  5*0  N  HaS0».  After  one  half  hour  the  solution  became  gray  and 
a  black  deposit  ms  observed  on  the  bottom  of  the  reaction  vessel*  The 
acid  was  decanted  from  the  deposit,  rinsed  with  distilled  water  and 
finally  washed  with  acetone*  Then  the  dry  deposit  was  examined  in  the 
reflecting  light  of  an  optical  microscope  at  high  magnification 
(I430x  oil  immersion)*  A  number  of  speoks  exhibited  a  metallic  luster 

(see  Pig*  10,  a  and  b)*  Some  of  them  were  dispersed  in  a  brown-pink 
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rig.  10 

Bright  particles  (iron  chunk*)  of  netallic  luster 
formed  as  a  result  of  attack  of  steel, ( sample  1), 
by  5.0  N  HaS0*j  above  -  larger  chunks; 
below  -  smaller  particles.  1430*. 
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substance .  In  transmitted  light  the  shiny  particles  appeared  as  opague 
spots,  characteristic  of  particles  of  higher  density.  X-ray  pofcder 
pictures  of  the  black  deposit  showed  the  definite  presence  of  lines  of 
free  iron.  The  black  particles  consisted,  therefore,  of  iron  and  were 
observed  in  all  instances  to  come  from  the  surface  of  the  steel  samples. 

Formation  of  black  particles  during  dissolution  of  sample  1  in  HC1 
was  not  observed.  In  order  to  cheok  the  surface  of  the  dissolving  metal 

for  the  presence  of  Fe  chunks,  the  surface  was  washed  using  a  soft  rub¬ 
ber  policeman.  Some  single  particles  were  collected  in  this  way  and 
the  microscope  revealed  that  they  had  the  same  general  appearance  as 
those  formed  in  H,SO,. 

Discussion  and  Conclusions 

The  data  of  the  seoond  part  of  this  investigation  are  summarised 
in  Table  10.  According  to  Abramson  and  King^  there  is  a  general 

Table  10 


Summary  of  the  activation  energies  E*«  The  reaction  rate  constants  k, 
the  reaction  orders  n,  and  the  average  temperature  coefficients  c^. 


H,S0, 

Sm  I 

Sm.  IV 

HC1 

I 

IV 

E*  cal/mole 

13 .4x10 1 

12.7x10* 

16.5x10’ 

11.7x10’ 

k  at  35° 

25.9  + 

10.6  . 

4.22. 

0.85. 

n 

0.97-.2 

1.02l0.5 

2.15-6.4 

2.77-0.2 

Ct(per  10°C) 

?i02 

1.87 

2.55 

1.71 

relation  between  the  activation  energy,  the  temperature  ooeffioient, 
and  the  controlling  mechanism  of  a  dissolution  reaction.  For  eleotro- 

ohesdoally  controlled  reactions  they  found  temperature  coefficients 
from  2.0  to  2,2/10 °C  and  activation  energies  in  the  range  of 


11  to  14  koal/mole*  For  diffusion  controlled  dissolution  mechanisms 
these  figures  are  substantially  loner*  Table  10  shovs  a  temperature 
coefficient  between  1*71  to  2*55  and  an  activation  energy  in  the  range 
of  11*7  to  1 65  Kcal/mole,  which  strongly  suggests  that  the  dissolution 
of  both  steels  in  H,SO,  and  HC1  is  electroohenical  in  nature*  There  are 
large  fluctuations  in  the  same  values  obtained  in  HCl  (Table  10 ),  which 

indioates  that  the  formation  of  sane  protective  layers  alters  the  dis¬ 
solution  rates  in  an  unoontrollable  manner*  Aotivation  energies  up  to 
16  Kcal  could  also  be  obtained  for  sample  4,  if  the  curves  were  drawn 
differently  (but  still  permissibly)  through  the  experimental  points* 

In  such  a  case  the  activation  energies  for  steels  dissolving  in  HC1  would 
be  significantly  larger  than  those  in  HaS0*,  indicating  that  the  resis¬ 
tance  to  dissolution  is  larger  in  HCl*  As  a  result  iron  dissolves  faster 
in  HaS0*  than  in  HCl*  This  aooelerated  rate  is  explained  by  the  more 
rapid  disintegration  of  Fe  and  steel  in  HaSO*  than  in  HCl*  In  the  former 
acid  the  separation  of  the  Fe  partioles  was  very  rapid  as  evidenced  by 
the  fast  disooloration  of  the  acid,  which  did  not  ooour  in  HCl*  There¬ 
fore,  during  the  dissolution  of  Fe  and  steel  in  HaS0„,  particles  of  the 
metal  constantly  separated  from  the  surfaoe  exposing  fresh  metal  to  the 
action  of  the  acid*  This  phenomenon  as  well  as  the  rapid  dissolution 
of  the  separated  partioles  in  the  acid  increase  substantially  the  rate 
of  dissolution,  lowering  the  aotivation  energy  and  increasing  the  reac¬ 


tion  constant  k. 


The  reaotion  order  n  ia  very  oloee  to  1  for  the  ateel  dleeolving 
in  H,SO*  suggesting  that  the  total  rate  of  dissolution  (including  the 
disintegration)  is  directly  proportional  to  the  concentration  of  the 
acid*  However  in  HC1  the  reaotion  order  is  larger  than  2,  and  the  reac¬ 
tion  constant  k  is  low*  This  can  only  be  explained  by  the  assumption 
that  in  HC1  of  low  concentration  some  protective  films  (in  the  form  of 

basio  salts)  are  present  on  the  surface  of  the  metal  and  decrease  the 
active  surface  exposed  to  the  acid*  Evidently,  these  Balts  are  more 
soluble  in  HC1  of  increased  concentrations,  a  larger  extent  of  the  met¬ 
allic  surfaoe  area  becomes  exposed  to  the  action  of  the  acid  and  the 
rate  of  disintegration  may  also  increase*  As  a  overall  result  the  rate 
of  dissolution  increases  faster  than  expected  with  increasing  concen¬ 
tration  of  the  acid* 

The  faot  that  the  steel  of  lower  C  content  dissolves  faster  than 
that  of  higher  (see  Tables  5  and  6)  is  not  expected  and  is  difficult 
to  explain*  Usually  rate  increases  with  augmentation  of  the  C 
content^*  However,  there  is  the  possibility  that  the  presence  of  Jfa 
somehow  balanced  the  increase  in  rate  which  should  be  expected  due  to 
the  presenoe  of  larger  amounts  of  C* 

The  low  oorrosion  rates  obtained  with  tone  refined  Fe  are,  However, 
in  agreement  with  the  theoretical  expectations  that  the  decrease  of  the 
concentration  of  impurities  decreases  the  rate  of  corrosion* 


2  6 


ACKJKMEDGEMEJ/rS 

The  authors  are  thankful  to  Dr*  0.  T*  Marzke,  Vloe  President  of 
the  U*  Sk  Steel  Corporation,  Pittsburgh,  and  to  Dr*  0*  W*  P*  Hengstorff, 
Research  Associate  at  the  Battelle  Memorial  Institute,  Columbus,  for 
the  donation  of  the  iron  and  steel  samples* 

REFERENCES 

1*  H.H,  Uhlig,  Corrosion  Handbook,  John  WLley  &  Sons,  N*Y.,  1948  p.  132* 

2*  M*  Centners zwer  and  M*  Straumanis,  Z*  Phys*  Chem*,  A,  162,  94  (1932)* 

3*  R*?«Heffeifinger,  D«L,  Chase,  G*W*P*  Rengstorff  and  W.M.  Henry,  Analyt* 
Chem.  20,  112  (1958). 

4.  W.R.  Whitney,  J.A.C.S.  25,  394  (1903). 

5*  H.B,  Bone  and  H«J.  Prosad,  J.  Phys*  Chem.  2£,  249  (1925)» 

6.  L*  Atohinson,  Trans.  Farad,  Soc*  11,  241  (1915/16). 

7*  H.S.  Akulov  and  H«V*  Khimohenko,  Mat*  Khim.  Machinostr*  14,  11?  (1953)* 

8*  N*  Pentland,  J*  O'Bockris  and  E,  Sheldon,  J.  Electrochem*  Soc*  104,  182 
(1957.) 

9*  M*B*  Abramson  and  C.V.  King,  J.A.C.S.  6l,  2290  (1939)*. 

10*  M.E.  Straumanis  and  P.C,  Chen,  J*  Electrochem*  Soc*  2®»  234  (1951). 

11.  M*E.  Straumanis  and  B*X*  Bhatia,  J*  Electrochem*  Soc*  110,  357  (19^3)* 

12*  M.E,  Straumanis  and  D*L*  Mathis,  J*  Less-Comm*  Met*  4,  213  (19^2). 

13*  M,E.  Straumanis  and  D*L*  Mathis,  J.  Electrochem.  Soc*  109*  434  (1962), 

14*  G*A»  Marsh  and  E*  Sohaschl,  J*  Electrochem*  Soc*  107*  9&0  (19^0)* 


